Frequently-touched surfaces are a common transmission source for hospital and community acquired infections. Cu alloys have shown promise as antimicrobial surfaces, able to kill even antibiotic-resistant bacteria within minutes. However, the most efficacious alloy systems readily tarnish making them unsuitable for hospital applications and tarnish-resistant (e.g., passive) systems often cannot maintain sufficient Cu ion release to maintain antimicrobial function. An ideal alloy would have optimal corrosion, tarnishing, and Cu release tuned through alloying elements. Cu-Al alloys are tarnish-resistant, yet the precise role of Al remains unclear. Highpurity binary alloys of Cu-Al were fully immersed in artificial perspiration at open circuit to evaluate soluble cation release, quantity and identity of corrosion products, as well as interrogate the role of Al on the chemical, structural, and electronic defect structure of oxides formed. Al became captured in Cu 2 O as a substitutional cation defect which in turn caused structural, and electronic modifications. This doped film did not inhibit soluble Cu cation release for antimicrobial function even after 144 h. Al-doped cuprous oxide had fewer electronic charge carriers (holes) due to Al-doping and subsequent increased electronic resistance. These results are promising regarding the aim of generating a tunable tarnish-resistant layer for an antimicrobial Cu-based alloy.
in pumps, impellers and valves exposed to seawater 11, 19, 20 and dental alloys. 15, 21 Alternatively, surface coverage of a corrosion-limiting film may be tunable by controlling the alloy content of Al in solid solution to prevent passivity but permit an allowable amount of soluble Cu release through corrosion. Unlike Ni 2+ however, Al 3+ is not thermodynamically soluble in Cu 2 O and may oxidize in another form, such as a separate oxide (e.g., Al 2 O 3 ) or dissolve into solution.
Possible Fates of Al Following Corrosion
Following corrosion of the Cu-Al alloy, Al may terminate in one of many 'fates': release as a soluble aqueous ion, as a stoichiometric or mixed oxide phase, or incorporated in a copper corrosion product. Table I lists the thermodynamic free energies of the solid compounds predicted to form from a Cu-Al alloy in aqueous environment; they are ranked in order of increasing stability (more negative free energy). The role of Al on the corrosion of Cu-Al alloys is dependent on where the Al resides following oxidation, i.e. its 'fate'. A few probable scenarios as to the fate of the alloy are discussed. 27 This metastable oxide then becomes doped with an aliovalent ion and would have significant effects on the electronic properties of the oxide film with subsequent effects on the corrosion of the alloy. 28 Aluminum as a solid solution addition may afford corrosion protection to Cu-Al alloys by one of several mechanisms: Al may oxidize as a separate Al 2 O 3 phase, a mixed oxide such as CuAlO 2 or a CuAl 2 O 4 , or as a dopant substitutional cation in Cu 2 O. In this aim, high-purity single phase FCC model binary copper alloys buttons of various Al content were fabricated for study. Corrosion rates, electrochemical behavior, oxide identity and quantity, and soluble Cu release were measured in artificial perspiration to simulate the high-touch environment. Specifically, the chemical and structural nature of the tarnish-resistant oxides formed on the surface of Cu-Al alloys was determined with surface analytical techniques and X-ray diffraction. Furthermore, an estimate of the charge carrier density of the semiconducting oxide was determined to assess the effect of doping (if any).
The objective of this work is to determine the role of Al on the tarnish-resistance of Cu-Al alloys in the aim of generating a tarnishresistant oxide which does not inhibit Cu ion release in order to enable antimicrobial function.
Experimental
Materials.-Alloy preparation.-High-purity binary alloys of Cu-Al were prepared by inert-gas (argon) arc-melting. Al concentrations of 0.2, 2, and 11 at% (0.1, 1, and 5 wt%) were prepared from a minimum 99.99 wt% pure Cu and Al materials. Alloy contents are reported in at% unless otherwise indicated. The alloy buttons were melted and flipped three times to homogenize. The actual chemical compositions are given in Table II as tested by ASTM E478. Alloy buttons were heated to 600
• C for 2 h to solutionize and quenched in water. Solid solution was confirmed with X-ray diffraction by a single Cu FCC diffraction pattern with shifted peaks due to Al in solid solution. Prior to electrolyte solution exposure or electrochemical experiments, alloy samples were ground with SiC polishing paper up to 1200 grit, the final polishing stage was lubricated with ethanol. After polishing, samples were rinsed with and then immersed in ethanol, dried with compressed lab air and transferred to sample cells within 30 min for electrochemical testing or exposure. For improved visual inspection and photoelectron studies, samples were polished through 1-μm diamond suspension and rinsed with ethanol. However, air aging was identical.
Electrolyte solutions.-Artificial perspiration.-Artificial perspiration was used to represent a high-touch surface 9, [29] [30] [31] and prepared according to BS EN 1811:2011. 32 The chemical composition of artificial perspiration is given in Table III . The pH was adjusted with ammonium hydroxide (NH 4 OH). The pH of the artificial perspiration drifted from 6.5 to 5.8 over the course of 10 days therefore, the artificial perspiration was prepared and pH-adjusted within 6 h before sample exposure.
Borate buffer.-Galvanostatic cathodic coulometric reductions (CR) to assess Cu oxides were performed in a deaerated borate buffer solution (pH 8.4). This buffer to fix pH was prepared from 0.11 M boric acid (H 3 BO 3 ) and 0.02 M sodium tetraborate (Na 2 B 4 O 7 ). Deaeration of the solution was accomplished by bubbling N 2 gas through a glass fritted bubbler for a minimum of 1 h and hydraulically transferred to a N 2 -purged cell to prevent electrolyte exposure to lab air in identical fashion as has been described in detail elsewhere. 9, 29, 30 Characterization of corrosion products formed on Cu-Al at open circuit in artificial perspiration.-Open circuit exposures were conducted in 300 mL 3-electrode cells. Exposed sample area through a rubber O-ring was 0.8 cm 2 . Cell bodies were cleaned using 0.1 M HCl solution prior to each exposure, rinsed with distilled water and rinsed with the respective electrolyte solution. Potentials were measured with a saturated calomel electrode with a Luggin probe tip. Optical photographs were measured with a flatbed digital document scanner with a grey-card color reference background at a resolution of 300 DPI.
An InVia Renishaw Raman spectrometer acquired Raman spectra generated from the green emission line of an Argon laser (514 nm) with a 3000 l/mm diffraction grating with a Peltier-cooled CCD detector. Raman spectroscopy was measured on samples exposed to artificial perspiration for 96 h. Burning of the sample surface was avoided by using longer exposure times (∼minutes) with lower laser powers.
Crystal diffraction patterns from the corrosion product films were measured using a grazing-incidence method. The incident angle gave optimal signal-to-noise at a value of ω = 0.5
• . Full penetration through the corrosion product film to the alloy substrate was achieved as evidenced by FCC peaks of the substrate matching those measured from solid solution confirmation results via bulk crystal X-ray diffraction.
The elemental composition, chemical state, and variations through the thickness of the oxide film was evaluated with X-ray photoelectron spectroscopy (XPS). A Thermoscientific K-Alpha XPS instrument used a monochromatic Al K α X-ray source (1486.6 eV). Photoelectron (PE) spectra were obtained on samples exposed to artificial perspiration for 96 h. PE spectra were acquired on the as-introduced samples as well as sputtered by Ar + ions lightly, and at several sputtered depths to the metal substrate. An Ar + ion beam energy of 3 keV was used which corresponded to a sputter rate of 0.3 nm/s using a SiO 2 sample of known thickness. Spectral fits were accomplished using standard fit constraints. 33 The Al 2p peak was resolved by fitting a third peak after constraining the software peak fit of the Cu 3p spit-obit energy split ( = 2.0 eV) and the relative peak area ratios (1:2). For the X-ray generated Auger transition, the main line was determined from spectra fits using the least number of components peaks which gave reasonable agreement with the data (STD < 2).
The concentration of a given element from the integrated element peak area was calculated using standard methodologies. 33 The concentration (C x ) of a given element from the PE spectra is given by Equation 1 .
Where I x is the integrated peak intensity of element x, and the atomic sensitivity factors (S) used were 5.321 for Cu, 0.234 for Al, 0.711 for O, and 0.891 for Cl, taken from Ref. 33 .
The charge carrier density of the cuprous oxide (cuprite, Cu 2 O) is possibly responsible for the change in electrochemical behavior of these alloys. To determine the electronic/ionic defect density of the oxide, Mott-Schottky experiments were performed in solutions of deaerated borate buffer (pH 8.4) with 0.7 mM of K 3 [Fe(CN) 6 ] as a redox mediator. 34 Oxide films were grown in quiescently-aerated artificial perspiration with an anodic galvanostatic hold at 0.1 mA for 12500 s over an exposed electrode are of 0.8 cm 2 . Following sample transfer to deaerated cells, a cathodic sweep was applied to samples starting at 0 V MMSE at a rate of 5 mV/s with an applied AC voltage of 5 mV RMS at a frequency of 10 Hz. The frequency selection rationale was to use the highest frequency possible to avoid leakage currents and electronic transitions as well as avoid growth or dissolution of the oxide but yet remain sufficiently close to the characteristic frequencies of the oxide space charge capacitance. 10 Hz was found experimentally to be the optimal frequency for this measurement; higher frequencies were attempted but were in the solution resistance region and were not successful. Deaeration and the use of a redox mediator also help prevent changes in the thickness of the oxide layer via oxidation or reduction. Electrode potentials were measured using a mercury/mercurous sulfate electrode (MMSE). The charge carrier density can be approximated with the Mott-Schottky equation reproduced in Equation 2.
Where C is the measured differential capacitance, ε 0 is the permittivity of free space (8.85 × 10 −14 F/cm), ε is the dielectic constant of the oxide (7.6), 35 A is the electrode area (0.8 cm 2 ), e is the elementary charge (1.6 × 10 −19 C), and N d is the defect density. E and E FB are the electrode potential and the flatband potential of the semiconducting oxide, respectively. The defect density can thus be estimated from the slope of the 1/C 2 vs. potential plot. The use of a redox mediator ensures that the majority of the faradaic charge is consumed by the mediator rather than oxidation or reduction of the oxide. Electrochemically-grown oxides violate the assumptions of the ideal conditions of which the Mott-Schottky equation is derived a thus, 36 the precise concentration of charge carriers cannot be obtained. However, it is nonetheless instructive to compare the approximate relative defect density values between oxides formed on Cu-Al alloys with differing Al contents.
Anodic charge of corrosion products.-Insoluble corrosion products -coulometric reduction.-The reversible Nernst potentials for copper corrosion products usually lie within the electrochemical stability window of water (−0.5 to 0.7 V SHE at pH 8.4), in the absence of a Electrochemically grown oxides are highly defective and contain localized states in the bandgap with a wide range of energies. These localized states have various time constants leading to a frequency dependence of the space charge capacity. 36 In the present work we only use Mott-Schottky to compare the relative difference between alloy systems without conferring absolute values to the charge carrier densities. dissolved oxygen, these compounds can be galvanostatically reduced in aqueous electrolytes. A constant cathodic current of −20 μA was applied (A = 0.8 cm 2 , −25 μA/cm 2 ) to pre-exposed samples in a deaerated aforementioned borate buffer solution (pH 8.4). Deaerated solution was hydraulically transferred to reduction cells. Reduction cells (∼400 mL total volume) were N 2 -purged for 10 min prior to direct electrolyte transfer from the deaeration flask. Continuous bubbling of reduction cells ensured deaeration throughout the reduction. Reduction potentials were measured using a mercury/mercurous sulfate electrode (MMSE) fitted with Luggin tips. The charge of the oxide can be determined from the chronopotential curve via the following relation (Equation 3). [3] Where i app is the applied current density (−25 μA/cm 2 ) and t red is the reduction time, determined as time between local maximum potential changes, i.e. distance (time) between maxima in the first derivative plots of chronopotential curves according to procedures outlined in detail in previous work. 29, 30, 37 The thickness of the oxide can be roughly estimated through the calculation in Equation 4 .
Where d is the corrosion product thickness in cm, Q CR is the charge density associated with a reduction wave (Coul/cm 2 ), MW is the molecular weight of the oxide (g/mole), n is the number of moles of e − per mole of oxide molecule (e.g., Cu 2 O = 2), F is Faraday's constant, and ρ is the oxide density in g/cm 2 . Cu 2 O density was assumed to be 6.0 g/cm 3 .
Soluble corrosion products -ICP-OES.-Soluble metal ion concentration was measured using inductively-coupled plasma (T ≥ 6000 K) -optical emission spectroscopy. A Thermoscientific iCap 6000 spectrophotometer was used to collect photoemission spectra from aliquots (15 mL) obtained from cells with 300 mL (± 2.5 mL) of artificial perspiration solution (not acidified). As a control study and to determine the valence of soluble Cu for the present and other work: stronger chelators such as citric acid (log ß = 5.8 vs. lactic acid: log ß = 2.7) have shown excellent quantified dose-response to galvanostatic anodic holds and measured ion release and oxide quantity via unacidified ICP. 9, 29, 30, [37] [38] [39] Emission intensities were compared with calibrated standards of known concentrations. LOD were found to be 17 and 198 ppb for Cu and Al, respectively. The chemical species from the artificial perspiration solution gave a high background noise for even the acidified standards measurement of Al. Studies with Nordic gold (Cu-5Zn-5Al-1Sn) investigated the potential for Al release (with acidified and unacidified samples) with far greater corrosion rates (x2) and showed no detectable Al release (lowest standard used = 0.01 ppm) in artificial perspiration. 9 Yet in the present work with a pure Al sample, there were significant amounts of soluble Al (0.8 ppm) detected by this methodology using unacidified artificial perspiration (discussed in later sections). The measured concentration can be converted to an equivalent charge through the following expression.
Where C is the measured concentration (mg/L), V is the solution volume (L), n is the assumed valence state of the soluble ion, F is Faraday's constant (Coul/mole e − ), and AW is the atomic weight of the element of interest (mg/mole). Prior work identified that soluble Cu was in the cuprous state.
30,38
Total anodic charge -corrosion rates in artificial perspiration.-Gravimetric mass loss.-Gravimetric mass loss (ASTM-G1) 40 was used to determine the total corrosion loss from Cu-Al alloy samples with no other exposure was included to show the mass loss from the acid cleaning step alone. The total mass loss was the difference between M 1 and M 3. The mass loss was estimated using a faradaic relation with the assumed equivalent weights of 63.6, 63.2, 59.9, 48.8, 41.1, and 9.0 g/equivalent for Cu, Cu-0.2Al, Cu-2Al, Cu-11Al, and Al, respectively.
Electrochemical interface -EIS.-Electrochemical impedance spectroscopy was measured on samples at set interval time points up to 96 h. A 30-min open circuit measurement was taken prior to obtaining EIS spectra. The frequencies applied ranged from 100 kHz to 1 mHz with 8 points per decade. The voltage perturbation applied was 10 mHz RMS. A DC equivalent circuit of two constant phase elements each in parallel with resistors both in series with a solution resistance was used to mathematically approximate the impedanceresponse of samples and determine the polarization resistance (R p ) value, defined as the impedance at the DC-limit (freq. → 0) under AC conditions. Gamry software was employed to calculate circuit values using a non-linear regression analysis. The integrated B/Rp (∼ i corr ) values gave an indication of the total anodic charge Q EIS for corrosion analogous to the charge estimated from mass loss. The total anodic charge integrated from impedance-derived polarization was calculated according to Equation 6 .
Where B is the Stern-Geary constant (B = 0.025 V) 9, 29, 30 (b a b b /(b a +b b )), R p is the polarization resistance of the system (R ox +R ct ), and t is time duration of the sample in artificial perspiration. Integrating the R p values fit from impedance spectra over the time intervals measured gives an approximate value of the total anodic charge from corrosion over time. The total anodic charge is analogous to the cumulative material loss measured via mass loss and agrees well with the trend where Cu-2Al demonstrated the greatest total anodic charge.
Potentiodynamic polarization.-Potentiodynamic polarization scans from −1.5 V SCE to 0.5 V SCE were conducted on freshly polished Cu-Al samples in ambiently-aerated artificial perspiration and 1 M HCl at an upward scan rate of +0.1667 mV/s. Prior to polarization scans samples were held at −1.5 V SCE for 10 minutes to remove any air-formed oxides on the surface.
Results
Characterization of corrosion products formed on Cu-Al in artificial perspiration.-Open circuit potentials of Cu, Cu-Al, and Al in artificial perspiration were monitored over time and presented in Figure 1 . A clear delineation between alloys with 2 at% Al or greater is shown at 96 h. Potentials remain high (−40 mV SCE ) for 2 at% Al or greater alloys, but the potential falls to a lower value (−100 mV SCE ) after 24 h for pure Cu and 48 h for Cu-0.2Al in artificial perspiration solution. The Cu-11Al alloy rises slowly, suggestive of an increasing resistive or thickening film, but reaches a similar OCP value to Cu-2Al at 96 h. The surface of Cu-Al samples became tarnished with corrosion products as shown in Figure 2 . Cu-Al samples at 2 at% or lower showed oxide tarnish similar in nature to pure Cu. However, Cu-11Al showed far less tarnishing oxide and some light etching of the grain boundaries ( Figure 2 ).
Ex situ Raman spectroscopy, presented in Figure 3 , identified cuprite (Cu 2 O) as a corrosion product formed on all Cu-Al alloys tested following exposure to artificial perspiration. Raman spectra acquired on a pure Al sample, also exposed in artificial perspiration for 96 h, showed distinctly different Raman peaks, particularly its main broad peak centered at 785 cm −1 , which were not observed in the Raman spectra on the Cu-Al samples or on the corundum (Al 2 O 3 ) reference spectra. 41 Notably, an additional Raman band not on the cuprite standard but found on all Cu-based corroded samples at 525 cm −1 which has been ascribed to Cu-OH vibrations which would indicate a defective cuprite (Cu 2 O) structure. 42 In summary, Raman spectroscopy only revealed defective Cu 2 O but did not reveal any independent phase of oxidized aluminum (Al 2 O 3 ) or mixed metal oxide phases (e.g., CuAlO 2 ) on Cu-Al alloys.
Crystalline corrosion products on the surface were characterized using grazing-incidence X-ray diffraction (GIXRD) and diffraction patterns with corrosion product assignments are presented in Figure 4 . Cuprite (Cu 2 O) was found with evidence (one peak) of CuCl. The assignment of cuprite with this singular peak has been previously identified as CuCl in prior work. 30 All diffraction peaks were identified and were also indicated from evidence from other methods (Raman: Figure 3 , CR: Figure 9 , XPS: Figure 6 ). Complete penetration to the substrate was achieved, evidenced by the Cu FCC peaks albeit shifted for each alloy due to Al in solid solution (Figure 4 ). Dealloying may be indicated with GIXRD by a shift or separation of Cu FCC lattice peaks which would occur in the case of pure Cu FCC peaks (or possibly shoulder peaks) neither of which were observed here. For the Cu-11Al sample, the cuprite (111) peak was slightly shifted to higher Cu Cu-0.2Al Cu-2Al Cu-11Al Al Raman Shift / cm 2 values (Figure 4) , indicative of Al 3+ in Cu 2 O. The full width at half maximum (FWHM) of this diffraction peak increases, indicating less structural uniformity of this corrosion product. 43 A decrease in the peak height of cuprite is also observed with increasing Al content in the alloy shown in Figure 4 . Not only does the thickness of the oxide decrease with increasing Al content, the cuprous oxide on the alloy surface attains a slightly different lattice parameter, evidenced by the shift in the (111) reflection according to Bragg's law demonstrated in Figure 5 .
High-resolution photoelectron spectra for selected elements measured from corroded Cu-11Al are given in Figure 6 . A summary of the photoelectron peak fit values and computed areas are given in Table IV . Al 2p photoelectron energy overlaps with Cu 3p energies. However, by imposing typical fitting constraints on Cu 3p peaks, the Al 2p signal was resolved from the spectra in the case of the Cuprous and cupric oxides are both p-type semiconductors, whereas aluminum oxides are n-type. Mott-Schottky measurements (Figures 7a-7d ) made on galvanostatically-grown oxide films indicate p-type semiconducting properties (Figure 7c ). The impedance spectra of Cu-Al alloys artificial perspiration solution are given in Figures 7a  and 7b . The estimated values of electronic defect densities of oxides formed on Cu-Al alloys in sweat are presented in Figure 7d . Estimated defect densities revealed relatively decreased electronic charge carriers, i.e. electron holes, in the cuprous oxide formed on Cu-11Al samples compared with the defect density values measured for Cu, Cu-0.2Al and Cu-2Al.
Anodic charge of corrosion products.-Insoluble corrosion products -coulometric reduction.-The coulometric methodology utilized and corrosion product assignment procedure has been discussed in detail in a prior publication. 30 The electrochemical nature and amounts of the corrosion products formed were quite different as a function of Al content as shown in Figure 8 based on reduction on Cu-Al samples following exposure in artificial perspiration at open circuit. Coulometric reductions show a markedly decreased charge associated with cuprous oxide with increasing Al alloying content. Al is not reducible with this technique; its reduction potential is far below that of HER. Greater amounts of CuCl are found on Cu-2Al compared to Cu-0.2Al and Cu-11Al ( Figure 9) . A general trend of decreased cuprite (Cu 2 O) thickness with increasing Al content in the alloy is shown with triplicate measurements in Figure 9 . Figure 9 illustrates the progression of data processing from the coulometric reduction method. Separate replicate samples showed good reproducibility in coulometric reduction following full immersion for 96 h in artificial perspiration at open circuit demonstrated by their chronopotential plots in Figure 9a . Only two corrosion products were identified (via reduction potential) with this method, indicated by the outlined areas in Figure 9b . CuCl and Cu 2 O were electrochemically reduced from Cu-0.2Al and Cu-2Al samples, but only Cu 2 O was electrochemically reduced on Cu-11Al (Figures 9b and 9d) . The reduction potential for cuprite (Figures 9b) was found to decrease by 100 mV from Cu to Cu-11Al, meaning the cuprous oxide formed on Cu-11Al was more difficult to reduce than the Cu 2 O formed on the solute-lean compositions. The modified reduction potential and lattice structure (Figures 4 and 9b ) are unlikely to simply be an effect of the thin oxide itself. The air-formed oxide on the surface reduces at a higher potential, inferring the thin oxide is easier to reduce rather than more difficult. Secondly, the reduction potential for the oxide changes with alloy content (Figure 9b ) to a far greater degree than over exposure time or oxide thickness. Reducible copper corrosion products significantly decreased in thickness (reducible amounts measured as charge) and increased in electronic resistance with increasing Al content in the alloy (Figure 9b ). Figures 10a and 10b, respectively. Triplicate measurements using separate samples of soluble Cu release at 96, 130, and 144 h are shown in Figure 11 . Soluble copper release (Figure 10a ) from Cu-Al was nearly linear with time for ≥ 2 at% Al Cu-Al alloys. However, Cu release rates (slope) diminished after 96 h for Cu-0.2Al and Cu. Al was not detected as a soluble species from Cu-Al above the limit of detection (0. with prior work, 9,29,37 but was released in significant amounts from a pure Al sample (0.84 ± 0.06 ppm, Figure 11 ) subjected to the same exposure conditions.
Soluble corrosion products -ICP-OES.-Soluble release of Cu and Al at selected time-points following open circuit full-immersion exposure to artificial perspiration are shown in
Total anodic charge -corrosion rates in artificial perspiration.-Gravimetric mass loss measurements and impedance measurements of Cu-Al alloys following exposure to artificial perspiration are presented as anodic charge and inverse polarization resistance as a function of alloying content at 96 h in Figure 12a . Mass loss (mg/cm 2 ) over time is compared with a corresponding integrated anodic charge from EIS in Figure 12b . Cu-2Al had the greatest mass loss of all elements (Cu and Al) and alloys (Cu-Al). A cuprous (n = 1) assumption provided the best match between mass loss and derived anodic charge obtained independently from EIS measurements and corroborated by prior work. 30, 38, 44, 45 Electrochemical impedance measurements on CuAl samples exposed to artificial perspiration also revealed Cu-2Al had the greatest corrosion rate (1/R p α i corr , Figure 12a ). Cu and the other Cu-Al alloys had similar mass loss at 96 h. affect anodic kinetics. Notably however, Cu-Al alloys had increased cathodic reaction (ORR) rates on the bare metal surface in both artificial perspiration and hydrochloric acid compared to commercially pure Cu. Pure aluminum pits at its open circuit potential in both artificial perspiration and HCl and did not passivate in either solution revealing only ohmic controlled anodic dissolution. The surfaces of Al samples post-experiment were highly pitted with a significant amount (grams) of visible material loss. The native oxide on Al did not protect the surface in either artificial perspiration or 1 M HCl. Galvanostatic anodic holds of Cu-Al alloys in artificial perspiration are given in Figure 14 . Anodic dissolution was rendered more facile by the addition of Al to Cu-Al indicated by the reduced anodic potential for the same imposed anodic current density. The increased corrosion rates and cation Cu release of Cu-2Al may be ascribed to easier anodic dissolution due to Al alloying as shown by Figure 14 .
Discussion
Aluminum as a solute in FCC solid solution with copper oxidizes and is located in one of three probable states: (1) Al may oxidize to form its own oxide (Al 2 O 3 ) in a physical mixture or stratified layers with copper oxidation products (Cu 2 O), (2) Al and Cu may combine to form a mixed oxide or spinel phase (e.g., CuAlO 2 , or CuAl 2 O 4 ) which are more thermodynamically stable than the individual oxides (Table I) 46 These individual fates would have consequences on both the compositional and structural nature of the corrosion products formed on the alloy phase, and hence, may strongly influence corrosion and cation release properties of the alloy. By interrogating several alloy compositions, not only can we determine the fate of the solute element, Al, but also its role on corrosion of aluminum copper alloys.
From the evidence presented here based upon GIXRD, CR, XPS, and MS, Al becomes a substitutional cation defect in the cuprite layer. Solute-enrichment is the fate of Al because there is evidence of quantifiable physical, chemical, and electrochemical modifications to cuprite. GIXRD did not show peaks which would correspond to CuAlO 2 (PDF 00-035-1401) or CuAl 2 O 4 (PDF 00-033-0448) and no individual phase of oxidized Al (e.g., Al 2 O 3 ) was observed, which is consistent with other findings in the literature at even longer exposure times (880 h,). 47 Pure Al does not form a stable passive layer and pits at open circuit in artificial perspiration (Figure 13a) , suggesting that the protective mechanism (Figure 9c) is not from an stoichiometric oxide layer consisting pure Al such as Al 2 O 3 . In addition, CuCl and modified cuprite were the only corrosion product phases observed despite using multiple methodologies including crystal diffraction (Figure 4 Figure 15 visually illustrates the conditions required for solute capture for a growing cuprous oxide in an electrochemical system. Within this theoretical framework, if the velocity of the growing oxide/metal or oxide/fluid interface, which can be related to some fraction of the corrosion current (i corr ) that contributes to scale growth is faster than the ability of the solute to diffuse to a neighboring solute to form a separate pure phase separated oxide phase then it can be expected to be solute trapped. The speed of foreign cation rearrangement can be assessed by considering a diffusion a) coefficient (D) and a required jump distance (a) as D/a. If the growth velocity then exceeds D/a then the solute becomes captured by the growing interface. 48 The exact jump distance is uncertain. In Figure  15 , several jump distances are considered in our calculations. In the range of these experiments the oxide growth current densities derived from CR results (highlighted in Figure 8 ) are on the order of 10 −6 to 10 −7 A/cm 2 . A reasonable assumption for the diffusion rate of Al in the solid state cuprous oxide is in the range of 10 −20 to 10 −30 cm 2 /s which are similar to the diffusion rates for oxide systems such as Cr in NiO (also p-type). 27, 49 For a Cu-Al system, the theoretical requirements for solute capture are indeed met ( Figure 15) . Should the advancement of the oxide front exceed the speed at which the solute can diffuse to form its own oxide, the solute becomes captured as a substitutional defect in the oxide. 27 Concerning the other potential fates, a physical mixture of phase pure Al 2 O 3 and Cu 2 O would require greater free energy change due to the additional interfaces (excess interfacial energy of an interface). While alumina (Al 2 O 3 ) and CuAlO 2 and CuAl 2 O 4 may be more thermodynamically favorable (Table I) , these phases were not detected with Raman spectroscopy (Figure 3) , GIXRD (PDF 00-035-1401 and 00-033-0448, Figure 4 ), or suggested from electrochemical measurements ( Figure 7, Figure 8 ). The kinetic barriers or stoichiometric constraints (Cu, Al, O chemical fractions available) during dissolution may not be favorable to form these compounds either directly via solid state or indirectly via chemical precipitation from aqueous phase on the actively corroding Cu-Al surface. Solute capture (i.e. doping) of Al cations in cuprite is likely and would have consequences on the electrical and structural properties of the oxide layer formed on Cu-Al alloy, which would then affect the tarnish and corrosion behavior of the alloy. Cuprous oxide is a cubic structure with Cu cations located on an FCC sublattice and oxygen anions on a BCC sublattice translated one-quarter body diagonal. The most compact lattice plane is (111) also having the greatest diffraction multiplicity. GIXRD revealed that the 2 peak position relating to the lattice reflection of the (111) plane of cuprite was shifted to higher values (Figure 4) . A Bragg's law calculation reveals a slightly more compact lattice structure with Al indicated by a shorter distance ( d = 0.01 Angstroms) between (111) lattice planes of this cubic crystal. The full width at half max of the cuprite (111) peak is greater on Cu-11Al (see Figure 5 ), indicating that this lattice spacing is more distributed by the presence of Al possibly due to lattice distortions. The lattice is less uniform with possibly bounded lattice strain at the oxide/metal interface indicated by the broader peak with more Al in the cuprite lattice. These results concerning the structure of the cuprous oxide are suggestive of cation substitution of Al in place of some Cu atoms. The degree of enrichment of Al in the cuprite layer can be investigated with quantitative chemical analysis of photoelectron measurements. Al-Enrichment.-X-ray generated PE spectra (Table IV, Figure 6 ) were quantified to determine the relative cation fractions of Cu and Al in the films formed in artificial perspiration. The cation fraction of Al in the oxide on Cu-Al alloys tested in this study were compared with the Al content (at%) in the alloy (Figure 16 ). This figure shows the average cation fraction of Al in the film through its thickness from several sputter depths (Table IV) . The position of the metal phase was determined from the Cu LMM Auger excitation (when KE = 918.6 eV). The results were fit to a model presented by Kirchheim et al. 50 to quantify the enrichment of Cr in Fe-oxide films undergoing steadystate dissolution. Equation 7 describes the degree of enrichment of Al in the surface film for a Cu-Al alloy.
Where ß is the ratio of the ion-specific dissolution rates (i Cu /i Al ) under steady-state conditions. The chemical dissolution rate of Al 3+ from Cu 2 O is unknown and would imply Al 3+ depletion not enrichment. However, the driving force for Al 3+ formation is high. Moreover, if the rate-determining step is cation diffusion through a conformal film, under the assumptions of the Cabrera-Mott model, 51 ß may be described by the relative cation diffusivities through the film (D Cu /D Al ). 50 The subscripts f and a denote assignment to the element in the corrosion product film or alloy, respectively. The enrichment factor ß was fit using Equation 7 from the sum of least squares regression using XPS cation fractions and alloy data values. The fit value of ß obtained was 1.9, meaning that Cu was roughly twice as likely to be dissolved in the electrolyte compared to Al. Chemical stability diagrams show (Figure 9c ), but the reduction potential also decreased (Figure 9b ). An increase in electronic resistance of the oxide would manifest as an increased overvoltage, lowering the potential at which the oxide is galvanostatically reduced. Cathodic reduction indeed revealed that oxide films became more difficult to reduce with increasing Al content (Figure 9b ). This result implies that the electronic defect structure of the semiconducting oxide, i.e. the charge carriers, are influenced by Al content. Decrease in charge carrier density.-Cuprite (Cu 2 O) is a metaldeficient p-type semiconducting oxide. 28 Positively-charge electron holes (p) carry electronic charge while negatively charged cation vacancies (V Cu ' ) are the dominant ionic defect. 28 The Mott-Schottky method can be used to estimate the density of electronic charge carriers in a semiconductor. 34 While the exact defect density cannot be accurately measured from electrochemically grown films on metal substrates, 36 relative changes in the defect nature of this semiconducting cuprous oxide were evaluated with a Mott-Schottky analysis (Figure 7) . A decreased number of charge carriers, i.e. holes, were measured from Cu 2 O films grown on the Cu-Al alloys. These results also support that Al 3+ is likely present in the cuprous oxide cation sublattice either substitutionally in the place of Cu + cations or replacing Cu + cation vacancies which in turn affect the electronic structure of this cuprous oxide. The presence of substitutional Al cations in the oxide have consequences to the electronic structure as measured using the Mott-Schottky method. The defect chemistry of the cuprous oxide is modified by solute capture, i.e. doping, of Al 3+ which has subsequent effects on corrosion products formed on the alloy.
Consequences of solute capture.-Defect chemistry and aliovalent solute effects in cuprous oxide.-The change in defect chemistry of cuprite due to Al substitution in the cuprous oxide cation sublattice is illustrated in Figure 18 . The metal-deficient vacancy formation reaction is given by Equation 8. The equilibrium defect concentrations follow the thermodynamic relation in Equation 9 for a cuprous oxide with dominant cation vacancies. soluble ions increases (Figure 10a ) as these cation vacancies are created. Consequently, to maintain equilibrium via the law of mass action, and with a constant partial pressure (activity) of oxygen the number of holes (h + , charge carrier) decreases according to Equation 9 . Al doping results in an increase in cation vacancies and a decrease in charge carrier density thereby decreasing electronic conduction. 28, 47 However, the mobility of these extra cation vacancies is reduced through electrostatic interactions with Al 3+ . Density-functional calculations have shown that substitutional Al cations (Al 2+ Cu ) strongly binds with two copper cation vacancies with a binding energy of 3.3 eV, thus greatly reducing vacancy mobility.
